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Abstract 
 Electrodeposition of multivalent metal cations in nonaqueous solvents is ultimately 
more difficult compared to aqueous systems. This is due to lower conductivity and a smaller 
library of soluble electrolytes. In many cases, synthesis procedures are required to obtain 
functional electrolytes. Comparison of these systems to aqueous counterparts is therefore very 
challenging. In some cases, the solvent itself can be used as another platform for side reactions 
to occur.  Magnesium organohaloaluminate electrolytes in a THF solvent oxidize the solvent to 
γ-butryolactone (GBL). This conversion slowly degrades the active electrolyte and causes films 
of organic matter to build on the electrode surface as the magnesium metal is deposited and 
redissolved over several cycles. A decrease in the reported coulombic efficiency (i.e. the 
amount of charge removed from the surface to the amount deposited) is also observed for both 
organohaloaluminates studied. In conjunction, the mass removed to the mass deposited is 
always above 90% efficient. This suggests that uncharged mass is consistently deposited along 
with magnesium in later cycles. Given this, the stability and lifetime of the 
organohaloaluminates is lower than previously reported. 
 When electrodepositing other multivalent cations such as copper or zinc, information 
regarding the general mechanism of the nucleation and growth can be gleaned by observing 
chronoamperometric data at early times in a potential step experiment. When observed in an 
aqueous environment, copper metal in a CuSO4 electrolyte deposits according to an 
instantaneous model  at pH 3 and a progressive model at pH 1. In a nonaqueous environment, a 
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similar system of CuCl2 shows instantaneous nucleation behavior. A direct comparison is not 
available due to the insolubility of CuSO4 in acetonitrile and copper deposition in water using 
CuCl2 is too quick to be observed. 
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CHAPTER 1: GENERAL INTRODUCTION 
 Energy production is one of the greatest challenges that face the modern world. With 
fossil fuels as a finite resource, renewable energy sources are required. In conjunction with 
these renewable energy sources, high capacity storage options are also required.1 The most 
common energy storage device for everyday use is the battery. Many types of batteries are 
commercially available and each type is optimized for applications of differing scale. For 
example, lead acid batteries are typically used for gas-powered vehicles, while Li ion batteries 
are commonly used for small electronic devices. 
Commercial use of batteries for small electronic devices has grown exponentially over 
the last decade.2 The industry standard is currently lithium-ion batteries which have utilized 
anodes made from alloys. Current research attempts to find a battery system known as a post 
Li ion battery (PLiB).  To achieve this, the goal is to increase the theoretical energy density of 
the anode. The simplest solution was thought to be pure lithium metal anodes. However, use of 
lithium metal has been shown to be a potential safety hazard due to dendritic growth of lithium 
on the metal surface, eventually causing the battery to short circuit which results in a large 
energy release. 3 
Current research strategies follow one of two paths; either improving the anode in 
lithium based batteries to reduce (or ideally, eliminate) dendritic growth or finding another 
viable battery system which utilizes a different metal anode and electrolyte system. To reduce 
dendritic growth while maintaining similarity to lithium metal anodes, many researchers have 
2 
 
attempted to construct anodes based on lithiated carbon structures.4 This approach has been 
met with several roadblocks.5 
Other potential battery systems include metal air batteries, Na/S batteries, vanadium 
redox flow batteries, and magnesium based batteries.6-8 Of these, the magnesium based 
batteries are in the earliest stages of development, but are nonetheless an interesting area of 
research. 
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CHAPTER 2: INVESTIGATING THE REVERSIBILITY OF ETHEREAL               
GRINGARD-BASED MAGNESIUM ELECTROLYTES FOR MG ELECTRODEPOSITION 
Abstract 
 Previously reported magnesium electrolytes are shown to operate at a 100% coulombic 
efficiency and be stable over hundreds of deposition/dissolution cycles. These electrolytes are 
based on the Grignard reagent, which is highly susceptive to water and air. Therefore, 
construction of battery systems using these electrolytes provides an engineering challenge and 
a potential safety hazard.  Due to the poor stability in ambient conditions, it is likely that there 
will some degradation in the electrolyte over time. Using electrochemical measurement along 
with EQCM, it was found that side reactions with the solvent and the electrolyte during cycling 
occurred. NMR analysis along with mass spectrometry elucidates the product of these reactions 
as γ-butyrolactone (GBL) an oxidation product of the solvent, THF. 
Introduction 
Development of secondary batteries based on reversible Mg deposition/dissolution has 
been an attractive substitute for Li-ion batteries for several years.9,10 Despite the smaller 
theoretical density and higher redox potential for Mg compared to Li it has been shown that, 
unlike Li, Mg anodes do not form dendrites.11 Dendrite formation in Li-ion batteries causes 
shorts in batteries raising safety concerns.12 Magnesium also has a higher relative abundance in 
the Earth’s crust, thus making it more sustainable.13 One of the major limiting factors for 
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integrating Mg anodes has been the electrolytes available. Due to passivation at the electrode 
surface, electrolytes similar to those used in Li-ion battery systems are unavailable.14 
 It has been shown that Mg can be reversibly deposited from Grignard solutions, dating 
back to 1927.15-17 However, Grignard solutions suffer from poor anodic stability, i.e. the 
electrolyte decomposes at high positive overpotentials.18 Work by Aurbach et al. show 
reversible deposition of Mg from electrolytes with various mixtures of a Grignard and a Lewis 
acid, primarily Al compounds.19,20 The standout example from their work being Mg(AlCl2EtBu)2 
(Dichlorocomplex, DCC), a 2:1 mixture of AlCl2Et and Bu2Mg with an anodic stability up to 2.1V 
and Mg cycling efficiency of 95%. For the purposes of this work, we investigate the electrolyte 
composition as a function of cycle number using various analytical techniques. We compare this 
to a simple Grignard system, EtMgBr. 
 
 
Materials and Methods 
General Procedures 
 Au working electrodes were deposited using an electron-beam vacuum deposition 
apparatus onto a 0.22 cm2 Pyrex glass slide with a  20 nm Ti adhesion layer and 250 nm Au. Pt 
working electrodes were 0.1 cm2 Pt wire. Working electrodes were rinsed with Milli-Q water (> 
18 MΩ cm-1) and flame annealed using a H2 flame for 1-2 minutes prior to use. Reference and 
counter electrodes were Mg metal purchased from GalliumSource LLC. All potentials are 
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measured with respect to the Mg/Mg2+ redox couple. The electrochemical cell was monitored 
using a CHI 620 A Electrochemical Workstation. All measurements were taken in a hermetically 
sealed glovebox. Chronoamperometric measurements consisted of alternating potentials 
between +0.5 V and -0.5 V for EtMgBr and between +1.0 V and -1.0 V for DCC. Each potential 
was held for 5 minutes. 
Synthesis of magnesium organohaloaluminates 
 EtMgBr was purchased from Sigma-Aldrich as a 1.0 M solution in THF. DCC was prepared 
using the literature procedure outlined by Aurbach et al. THF used for the synthesis was 
distilled over sodium metal and benzophenone and dried with molecular sieves (3 Å). The water 
content of the THF after distillation was found to be 7 ± 1 ppm using the Karl-Fischer titration. 
Confirmation of the product was analyzed using 1H NMR spectroscopy. The final concentration 
of DCC used was 250 mM in THF. 
 
 
Electrochemical Quartz Crystal Microbalance Experiments 
5 MHz quartz crystals with polished Au electrodes were purchased from Inficon. Prior to 
use, the crystals were placed in a piranha acid solution for 15 min to clear away any organic 
surface species. The crystal was then rinsed with boiling Milli-Q water. The QCM cell includes a 
water-jacketed beaker kept at 20 °C with a Neslab RTE 10 refrigerated bath (Thermo Electron 
Corporation, now Thermo Fisher Scientific Waltham,MA). The QCM cell was dried for 24 h in an 
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oven at 175 °C before use. The QCM cell was assembled in a glovebox and maintained under a 
positive pressure of Ar throughout operation. The frequency was monitored with a Maxtek PM-
710 plating monitor (now Inficon, East Syracuse, NY) and recorded using a home-built program 
written using LabVIEW (National Instruments, Austin, TX). 
 
NMR and GC-MS Experiments 
For NMR and GC-MS experiments, the cycled electrolytes were removed from 
theglovebox in a sealed vial before they were quenched with water(1 mL) and extracted with 
CDCl3 (3 mL). After extraction, the organic layer was dried over anhydrous MgSO4 and gravity 
filtered. NMR was performed using a 400 MHz Varian spectrometer. GC-MS was performed 
with a GCT Premier (Waters) instrument using electron ionization and a db-5 column (Agilent). 
Samples were injected using a splitless technique at 280 °C, and the column was heated from 
50 to 300 °C at a rate of 4 °C/min. For control experiments in the absence of EtMgBr and 
Mg(AlCl2EtBu)2, an electrode was cycled using tetrabutylammonium hexafluorophosphate. 
Scanning Electron Microscopy 
 Scanning electron microscopy (SEM) of the electrodes was performed using a Hitachi S-
4700 Cold FE-SEM (Hitachi High Technologies, Pleasanton, CA) with an acceleration voltage of 
20 kV. Quantitative EDS was performed with an Oxford Instruments ISIS EDS X-ray 
Microanalysis System using Cu foil as a standard. The surfaces were rinsed thoroughly with THF 
after chronoamperometric cycling. Control experiments were performed with Au electrodes 
held at open circuit potential in EtMgBr or Mg(AlCl2EtBu)2. In both cases, no elements other 
than Au, C, and O were detectable by EDS. 
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Results and Discussion 
 Using known literature examples as a comparison21,22, we performed cyclic voltammetry 
on both systems using both Au and Pt working electrodes and a Mg reference/counter 
electrode. The reported overpotential for magnesium deposition from EtMgBr is ~100 mV, 
which is similar to the overpotential measured on Au in our work. For Mg(AlCl2EtBu)2 or the 
Dichloro complex (DCC) the reported overpotential is much higher at -250 mV. This number is 
often associated with a “steady state voltammogram” label, which is inconsistent with the 
characteristics of this system during early cycles. In our studies, we found the deposition 
overpotential is initially near -600 mV, but by the fiftieth cycle, reduces to a value of ~250 mV 
and eventually leveling out at ~180 mV. Similarly, we found that the coulombic efficiency (the 
ratio of stripping charge to deposition charge) is significantly less than the reported values of 
>90%. A summary of these results are shown in Figure 1. 
 Because of the poor coulombic efficiency in early cycles, it suggests that we are not 
completely removing Mg from the surface. In order to study the surface deposits we used 
Electrochemical Quartz Crystal Microbalance (EQCM). EQCM provides gravimetric information 
indirectly by relating a measured frequency value with a mass change on the surface.23 The 
frequency measured is the rate at which the quartz crystal, a piezoelectric material, oscillates 
under an alternating applied potential. Adding mass to the surface changes this frequency.  The 
relationship between the frequency and the mass is known as the Sauerbrey equation, shown 
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below. For thin layer, rigid films the mass is related only by a constant, known as the sensitivity 
factor, Cf. Note that this relation only works for changes in frequency and mass. 
𝛥𝑓 = −𝐶𝑓𝛥𝑚 
In order to receive an adequate mass change, Mg was deposited potentiostatically at a 
potential of   -1V and stripped at 1V, corresponding to peak current values in the cyclic 
voltammetry. Measuring the mass change and current response in tandem can be used to 
measure the charge to mass ratio,8 As shown in Figure 2, a clear discrepancy between mass 
efficiency (the mass removed to mass gained) and coulombic efficiency is clear. While the mass 
changes achieve parity, the coulombic efficiency decreases over the entire experiment. This 
means that vast amounts of nonelectrochemical dissolution is observed during cycling, similar 
to what has been reported previously10. 
SEM analysis allowed us to study the change in the morphology of the Mg deposits at 
different points during cycling, while EDS analysis provides elemental analysis of the surface 
film. In Figure 3a and 3b, we see that the deposits become much larger and more 
heterogeneous. It was discovered that for EtMgBr, the deposits gradually incorporate Br-, thus 
changing the morphology of the Mg deposit (Figure 3c). Likewise, DCC incorporates Cl- and 
interestingly provides evidence for the codeposition of Al (Figure 3d). Codeposition of Al has 
been previously observed for these electrolyes.24 The movement of halogens to the surface 
provides some evidence for the poor coulombic efficiencies previously observed. This provides 
further evidence for the decomposition of these electrolytes during cycling. 
(2.1) 
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SEM/EDS analysis is not ideal for investigating the changes in the organic substituents of 
the system, thus it was more appropriate to also perform GC-MS and 1H NMR analyses. GC-MS 
analysis of DCC quenched with water and extracted into chloroform show a peak in the GC that 
has a MS instigating the presence of γ-butyrolactone (GBL).  GBL is a known oxidation product 
of THF, which results from the increased acidity felt by coordinated THF  from RMg+.25 Likewise, 
1H NMR analysis shows various low concentration impurities. Among the impurities, the 1H 
NMR peaks corresponding to GBL are observed.26  
 
 
 
 
 
 
 
 
 
 
a 
b 
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CHAPTER 3: MODELING THE NUCLEATION OF VARIOUS MULTIVALENT CATIONS 
Abstract 
 Making an efficient battery requires favorable interactions with the electrolyte and the 
anode. The active metal ion needs to be able to either deposit or intercalate with the electrode 
in a kinetically controlled fashion. Therefore, it is beneficial to understand how different metals 
nucleate and grow on the surface of a metal electrode. In aqueous solutions, metal deposition 
is very fast and in some cases is difficult to measure. In nonaqueous environments, the 
nucleation is slower, but many potential electrolyte systems are lost due to solubility. Of the 
few that are available, a comparison between the aqueous and nonaqueous nucleations of 
multivalent copper ions show that in a nonaqueous environment, copper nucleation is most 
similar to the instantaneous model of nucleation as seen in copper deposition in water at pH 3. 
Introduction 
 Metal deposition is important in many facets of scientific exploration. Some examples 
are the role of copper deposition for the purposes of making low resistance interconnects for 
electronics27, extraction of various metals from their respective ores28, and also for battery 
applications29. Very recently, there has been the emergence of an intellectual problem known 
as the “enigma of metal deposition”.30 The dilemma is determining what thermodynamic steps 
allow a metal cation to approach a surface, change oxidation state, and ultimately become 
deposited onto the metal. A computational study by Schmickler et al.31 shows that for singly 
charged cations, such as Ag+ and Zn+, the potential of mean force (PMF) stays relatively 
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constant as the metal cations approach the surface, even reaching a minimum around 3Å. PMF 
in this study is related to the stability of the solvent cage around the ion. In the same study, it 
was found that for Zn2+ the PMF increases as it approaches the surface. This means that for 
multivalent cations, the metal needs to transition to a monovalent state before it can approach 
the surface. While experimental methods are incapable of directly measuring the PMF, the 
kinetics of deposition can be studied through electrochemical techniques. Experimental 
evidence has shown that the rate determining step for deposition is the attachment or 
detachment of Ag from a surface defect. 
 Currently, Mg ion battery technology is significantly underdeveloped compared to Li ion 
battery technology. While a lot of work needs to be done in terms of making better cathodes 
and to a lesser extent, anodes, the battery technology is still limited by the electrolyte21. For a 
good battery system to function the metal in the electrolyte needs to be reversibly deposited 
from the anode. Also, an additional consideration is the kinetics of the deposition. From 
Schmickler’s results, it is theorized that Mg and other multivalent cations will be slower to 
deposit than monovalent cations, such as Ag or Li. Therefore, it is of interest to compare kinetic 
information from different metal electrolytes in periodic trends. 
 Several theories for the mechanisms of nucleation exist32,33,34, but one modeling method 
stands out. In 1982, Scharifker proposed a set of equations for modeling the 
chronoamperometric response from dilute solutions of metals.35,36 These equations are based 
on mass transfer limited current density for two types of growth mechanisms. The first is 
known as instantaneous nucleation in which the maximum number of nuclei, N∞, is achieved 
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quickly and all growth occurs at these sites (Equation 2). The other nucleation growth 
mechanism is known as the progressive mechanism in which new nuclei are being formed 
continuously throughout the electrodeposition (Equation 3). 
 
 During nucleation, there is inevitably a point when the diffusion zones corresponding to 
an individual nucleation begin to overlap. Under this condition, new current equations are 
necessary. Although their derivation is not shown here, equations 4 & 5 more accurately 
describe the current response throughout the entire experiment. These equations describe the 
instantaneous and progressive models, respectively.  
 
The values k  and k’ are numerical constants that are determined based on experimental 
parameters. Equations presented in Schmickler’s work provide information on how to solve for 
these quantities. However, the interesting property that equations 4 & 5 exhibit is a peak, 
which will be designated in terms of the two values, Im and tm, corresponding to the maximum 
(3.1) 
(3.2) 
(3.3) 
(3.4) 
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current and the time of maximum current, respectively. Solving for these values requires taking 
the first derivative of equations 4 & 5, but for the sake of brevity, the solutions are shown in 
equations 6 -9. It should be noted that the theory approaches a point where an exact solution is 
not known, but approximations allow for sufficient equations.  
 
 Finally, combinations of these equations (10 & 11) provide dimensionless equivalents 
(i.e. k, k’,N, and AN∞ are not included) that are useful when not much is known about the 
system and provide a simple visual diagnostic tool for determining if an instantaneous or 
progressive mechanism is present.37 Figure 5 shows both models and chronoamperometry data 
is expected to fit to either of these two plots. It is by using these models we can learn general 
trends about nucleation with various multivalent metals. 
 
 
 
(3.5) 
(3.6) 
(3.7) 
(3.8) 
(3.9) 
(3.10) 
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Materials and Methods 
General Procedures 
 The platinum electrode was purchased BASi and had an area of 2.0 mm2. Pt was 
polished with diamond polishing solution from 5 μm to 0.05 μm. The electrode was rinsed with 
Milli-Q water and sonicated for 1 min after every step. Measurements were done with a CHI 
760 D Electrochemical Workstation. Chronoamperometric measurement were done at varying 
potentials between -0.50 V and -0.10 V. Each run lasted approximately 30 seconds.  Copper 
salts and tetraammonium perchlorate were purchased from Sigma-Aldrich.  CuCl2 was 
purchased as an anhydrous salt.  Nonaqueous solutions were prepared inside a hermetically 
sealed glovebox with reagent grade acetonitrile from Sigma-Aldrich. 
Results and Discussion 
 Aqueous copper systems are easily the most studied of the multivalent systems 27,38-42, 
therefore, the first system of study is CuSO4 in water. A small amount of study has been done 
on this electrolyte on glassy carbon in which the authors report the change in nucleation based 
on concentration, pH, and deposition potential. For pH 1, they found that copper deposition 
follows the instantaneous model, but they observed inconclusive data for pH 2 and 3 due to 
poor solution conductivity, but they attribute this to the lack of a supporting electrolyte, 
claiming that other ions will change the nucleation mechanism and the morphology. For the 
purposes of this study, bulk morphology is of little concern, as we are concerned with periodic 
trends.  
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 Cyclic voltammetry of CuSO4 on a Pt electrode at pH 1 and pH 3 in water are shown in 
Figure 6a. The corresponding transient fits are shown in Figure 6b and 6c. Fitting to the models 
at pH 3 is possible because a supporting electrolyte, Na2SO4 is used in order to maintain a 
similar ionic strength. By simply changing the pH, the system changes nucleation mechanisms 
that nuclei formation is pH dependent. In order to bridge the gap to the nonaqueous Mg 
system, a simple system should be studied. Unfortunately, solubility of CuSO4 in nonaqueous 
solvents is pitiful compared to water, so a clean nonaqueous bridge cannot be achieved. 
However, CuCl2 is marginally soluble and therefore can be studied. Chloride is known to 
accelerate nucleation in aqueous systems43, making it difficult to study, but no accelerating 
effect is known in nonaqueous systems. CuCl2 is known to deposit in acetonitrile
44,45, making it a 
good system to study nucleation and growth. The trouble with nonaqueous solvents is poor 
conductivity even in cases when a supporting electrolyte is present. Comparisons of the cyclic 
voltammograms at varying concentrations of supporting electrolyte (Tetrabutylammonium 
perchlorate, TBAP) are shown in Figure 6d. The corresponding fits of the transients for the 
100mM TBAP and 300 mM TBAP are shown in Figure 6e and 6f. In the former case, the fits are 
above both of the models, suggesting that there is poor conductivity in the solution. At 300mM 
TBAP, this seems to have corrected itself marginally, and could be assumed to follow the 
instantaneous model. The misfit at earlier times is due to high amounts of double layer 
charging, not usually seen in aqueous systems. 
 Some work has been done on characterizing Zn systems in aqueous and nonaqueous 
environments.46-49 Currently, Zn nucleation and growth modeling in aqueous and nonaqueous 
environments are poorly documented, with only a few reported cases. Finally, to study Mg 
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systems, the electrolytes need to be able deposit at low concentrations (<10 mM) or the 
nucleation will not achieve a mass transfer limitation. The Mg electrolytes such as DCC and 
MACC are believed to be in equilibrium with an electroactive species. At low concentrations, 
this equilibrium cannot be achieved. Therefore, further research needs to be done to find 
appropriate electrolytes for nucleation studies. 
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FIGURES 
 
 
 
 
 
 
Figure 1. Cyclic voltammograms of the 1st  cycle (black), 2nd cycle (red), 10th  cycle 
(blue), 50th  cycle (purple) , 100th cycle (yellow), and 200th  cycle (green)of Mg 
deposition and stripping from DCC in THF at 10 mV/s on a Au electrode (a) and the 
coulombic efficiency as a function of cycle number 
(b). 
 
18 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fi
gu
re
 2
. 
C
h
ar
ge
 e
ff
ic
ie
n
cy
 a
s 
fu
n
ct
io
n
 o
f 
cy
cl
e 
n
u
m
b
er
 d
u
ri
n
g 
ch
ro
n
o
am
p
er
o
m
et
ry
 e
xp
er
im
en
ts
 f
o
r 
Et
M
gB
r 
(b
la
ck
) 
an
d
 D
C
C
  
(r
ed
) 
(a
) 
an
d
 t
h
e 
m
as
s 
ef
fi
ci
en
cy
 m
ea
su
re
d
 f
ro
m
 t
h
e 
EQ
C
M
 f
o
r 
Et
M
gB
r 
(b
la
ck
) 
an
d
 D
C
C
 (
re
d
) 
(b
).
 
 
19 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3. SEM images of deposits from EtMgBr after 1 cycle (a) and after 50 cycles (b). EDS 
element composition analysis for EtMgBr (c) and DCC (d). It is evident that halogens 
become incorporated into the deposits over time. 
 
50 m 5 m 
(a) (b) 
(c) (d) 
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Figure 4. 1H NMR spectrum of GBL18 (a) and impurities seen in 1H NMR of cycled DCC 
(b) and (c). Peaks corresponding to the presence of GBL are seen in the cycled DCC 
spectrum. 
 
a 
b c 
c 
a 
b 
c 
b 
(a) 
(b) 
(c) 
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Figure 5. Scharifker-Hills models for instantaneous 
and progressive nucleation. 
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(e) 
pH 3 
pH 1 
100 mM TBAP 
300 mM TBAP 
Figure 6.  Cyclic voltammetry of CuSO4 at pH 1 (red) and pH 3 (black) on Pt (a). Cyclic voltammetry 
of CuCl2 in acetonitrile at varying concentrations of supporting electrolyte (b). 
Chronoamperometric fits to Scharifker-Hills models for aqueous copper solutions (c),(e). 
Chronoamperometric fits to Scharifker-Hills models for nonaqueous copper solutions (d), (f) 
 
(a) (b) 
(c) (d) 
(f) 
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